The practical scale of pH is defined in terms of the electromotive force of the galvanic Pt; H 2 (g), solution | satd. KC1 | standard, H 2 (g); Pt.
I. Introduction
Recent demands for methods and standards for the accurate measurement of acidity and alkalinity have stimulated interest in the meaning of the pll scale so widely used today. The pH may be regarded on the one hand as a measurable property of many diverse materials, a property capable of adequate measurement by one of the commercially available electrometric instruments.
From the point of view of the physical chemist, however, the pll value is usually regarded as conveying some information concerning the effective concentration or activity of hydrogen ions, a u , in the solution in question, (lurried to extremes, the first point of view reduces pll to an empirical number the quantitative interpretation of which is unimportant, if not impossible.
The second approach creates a pi I unit with meaning but offers no simple method of measuring acidity in terms of it. The conflict between pll as nil empirical number in routine control and as a significant concept in research work has caused much confusion.
Fortunately, a compromise between the two extreme views is possible. Although the need for a, practical scale demands that pll be defined from the operational point of view |l to 4], 1 it is certainly desirable that this scale be adjusted in any way The calomel serves as a reference electrode for the measurement of the potential of the glass electrode, which is a function of the hydrogenion activity.
Reference electrodes other than calomel are rarely used. Although the hydrogen gas electrode is the primary standard for hydrogen-ion measurements, the versatile glass elect roth 1 serves satisfactorily when the corrections necessary in alkaline solutions (and to a lesser degree in strongly acid solutions) are applied.
Unfortunately, no known cell can furnish an exact practical measurement of cither the activity or the concentration of hydrogen ion. Furthermore, the usual forms of the convenient, glass and calomel electrodes are not sufficiently reproducible and constant in potential to permit the same relationship between emf and pH to be used for long periods of time. This latter difficulty is readily circumvented by frequent calibration of the instrument with standards of known or assigned pH. The actual potential of the glass-calomel cell is then unimportant. The difference of potential, E-E s , resulting from replacement of the standard S (the pH of which is designated pH s ) by the unknown solution is of sole concern. Hence, the practical definition of pH is formulated as follows, (1) where F is the faraday, 96,496 abs coulombs per equivalent [5] ; R is the gas constant, 8.3144 abs j deg" 1 mole" 1 [5] ; and T is the temperature on the absolute, or Kelvin, scale, (° C + 273.16). At 25° C, 2.3026JBT/F is 0.059154.
The validity of eq 1 rests upon two assumptions. First, it is implied that replacement of the standard by the unknown causes no change in either the sign or magnitude of the potential difference across the boundary between the saturated solution of potassium chloride and the solution in contact with it. Second, eq 1 assumes that the potential of the electrode reversible to hydrogen ion (the glass electrode in cell I) changes by 2.302672T/F v/pH unit, as does the standard hydrogen electrode. If this is not the case, corrections must be applied for the imperfect response of the electrode. The sodiumion error of the glass electrode in alkaline solutions provides a common example of departure from the theoretical response. The hydrogen electrode is usually chosen for standardization work in order to obviate the necessity of applying these empirical and often approximate corrections.
Evidently E-E s is independent of the reference electrode employed. Indeed, if the potential of the glass electrode changes by the same amount as does the hydrogen electrode for a given change of hydrogen-ion activity, E-E a represents the electromotive force of the cell Pt; l\.
in which a saturated solution of potassium chloride is interposed directly between the solutions of known and unknown pH.
As has already been indicated, the pll cannot be interpreted with exactness. The meaning of the values furnished by eq 1 rests upon the adequacy of the relationship between pll pll,. and E E s , and the meaning of the pll number, pll,, assigned to the standard. (3orrections for liquid-junction potentials, which might effect some improvement of eq 1, are inaccurate and laborious, and hence oul of the question for practical measurements. However, the utility of this scale is not impaired by assignment of pll values that represent as closely as possible the presumed hydrogen-ion activity in the standard solution, and by this means the interpretation of the measured pH may be somewhat clarified. In order to avoid some of the troublesome features of the hydrogen-calomel cell, it is logical to turn to a cell without liquid junction for the important task of establishing standards. That composed of hydrogen and silver-silver-chloride electrodes is probably the most suitable. For the purpose at hand, this cell can be represented Pt; H 2 (g, 1 atm), solution, KC1 (m), AgCl; Ag.
(Ill)
The emf, E, is a function of the temperature and of the activities of hydrogen and chloride ions in the solution surrounding the two electrodes. It is convenient to define a quantity pwH, the value of which is readily obtained from emf measurements of cell III [61:
s -log where m is molality, / an activity coefficient on the molal scale, and E° the standard' potential of the hydrogen-silver-chloride cell [7] . Values of E° and 2.302QRT/F in absolute volts are tabulated in an earlier publication [8] . The formal relationship between pwH and pH s is simple:
The pH of a chloride-free buffer solution can be writen similarly (3a)
where pwll° and /£, are the limits of pwH and / ct as the molality of potassium chloride is reduced to zero. The indeterminate character of the potential at the liquid junction precludes the exact calculation of hydrogen-ion activity from the emf of a cell in which a liquid junction is present. When the cell without liquid junction is chosen, it is necessary to evaluate the activity coefficient of a single ionic species in order to compute the activity, and this coefficient, like the liquid-junction potential, is not amenable to measurement. For standardization purposes, however, the latter method has a very real advantage, for I he uncertainty diminishes with decreasing ionic strength. Thus the pi I., values obtained from the cell without liquid junction become increasingly accurate as the concentration of dissolved electrolyte decreases [6, 9], On the other hand, the only recognized means of assuring the reduction of the residual liquid-junction potential to a negligible value appears lo be the employment, in the preparation of the buffer solutions, of an artificial solvent medium containing a neutral salt in high concentration. This device has been used successfully to determine the concentrations of hydrogen ions in buffer solutions [iO, 11, 12] , but the estimation of a H for a buffer solution in such a medium is very difficult.
Ionic activity coefficients are often computed by the Debye-Hiickel equation [13] for the variation of ii with ionic strength, fx, in the form that allows for the restriction of attraction between ions due to their finite size: log j i = - (4) where A and B depend on the temperature and dielectric constant of the solvent, z t is the valence of the ion i and a t is an adjustable parameter with the dimension of distance and order of magnitude of the ionic diameter. Equation 4 is often valuable as an interpolation and extrapolation formula. When it is tested with the mean activity coefficients of uniunivalent strong electrolytes at ionic strengths below 0.1, the mean ionic diameter is usually found to lie between 7 and 3.5 A, the Bjerrum lower limit for complete dissociation [14] . For example, when a t is 6 and z t is 1, the calculated logarithm of the mean activity coefficient of hydrochloric acid differs from the observed value by 0.001 at 0.02 m, 0.002 at 0.05 m, 0.000 at 0.1 m, and 0.006 at 0.2 m. The usefulness of the equation can be extended to concentrations as high as 3 m by adding a term /3/z, where /3 is a second adjustable parameter [15] . But at the lower concentrations there is nothing to be gained in the estimation of j C \ by introducing an empirical term linear in ionic strength.
Although an equation of the form of eq 4 doubtless expresses the variation of / c i with ionic strength at low concentrations, it is impossible to ascertain the proper value of a*. Various reasonable methods of estimating this parameter lead to results differing by mom than 0.01 unit in log/ci )Ul( l pH, when the ionic strength exceeds 0.1 [6] . The safest procedure is to choose standard buffer solutions of as low concentration as is consistent with an adequate buffer capacity. Under these; conditions any reasonable value of (if will yield pJI s values with uncertainties less than the arbitrary tolerances of about 0.01 to 0.02 unit.
From measurements of t he emf of (tells of type 111, pi I values from 0° to 60° have been assigned by the National Bureau of Standards to three buffer standards: acid potassium phthalate, pll about 4; a mixture of potassium dihydrogen phosphate and disodium hydrogen phosphate, pi I about 7; and borax, pll about 9. These solutions serve to calibrate pll equipment for use in the range pll 3 to 11. In this intermediate region of acidities, the potential at the junction between saturated potassium chloride and a variety of buffer solutions is believed to be fairly uniform. This conclusion is affirmed by the fact that othersemithermodynamic pll scales based upon the emf of hydrogen-calomel cells with liquid junction [16. 17| furnish almost the same values for the three; NBS standards as were assigned from measurements of hydrogen-si lver-chloride cells without Liquid junction. But with solutions that contain appreciable amounts of strong acids or bases, the highly mobile hydrogen and hydroxyl ions cause the liquid-junction potential to be altered.
The object of the present study was twofold. The first purpose was to examine a series of promising standards for the ranges of high acidity and high alkalinity with a view to selecting the most suitable materials to fix the practical pH scale at one or more points below pH 4 and above pH 9. The second purpose was to demonstrate the extent of the error in practical measurements at the ends of the pH scale that results from variation of the liquid-junction potential as one standard buffer solution is replaced by another or by an unknown, solution. To accomplish this object, differences of pH were calculated from measurements of the cell without liquid junction and compared with the result afforded by the usual cell with liquid junction.
Studies were made at 25° C of 41 promising standard solutions with pH from 1.1 to 13.3. Twenty-one of these solutions were investigated at 0°, 10°, 25°, and 38° C, and one at 25° and 38° alone, by emf measurements of hydrogen-silver-cbloride cells without liquid junction. The data for 24 solutions are used to elucidate the extent of aberration of the practical pH scale at its extremes. The results suggest that solutions of the following materials are suitable standards for pH: Potassium tetroxalate dihydrate, potassium hydrogen tartrate, a mixture of sodium acid succinate and sodium succinate, a mixture of sodium bicarbonate and sodium carbonate, and trisodium phosphate.
II. Apparatus and Procedure
The determination of pH on the practical scale is based upon two or more measurements of a cell such as type I. One measurement must be a calibration with a standard buffer solution. The practical scale overlooks possible changes in the liquid-junction potential, but any failure of the glass electrode to respond to hydrogen-ion activity in the manner of the standard hydrogen electrode must be allowed for by application of appropriate corrections. Hence, cell 11 is the basis for the determination of pi I values. The direct measurement of the emf of this cell is probably the most accurate means of studying the practical scale and of determining the pi I of secondary standards.
The cell vessel illustrated in figure I was designed expressly for the determination of the emf, E-E s , of cells of type II. It consists essentially of a, reservoir, a, of saturated potassium chloride solution; a double mercury-calomel electrode, b, of the saturated type; and two hydrogen-electrode compartments, c and c'. The liquid junctions are formed in the bulbs e and e', and each is protected from the disturbing effect of the bubbling hydrogen by a glass bead that forms an imperfect closure at the top. This arrangement has been used by Hitchock and Taylor [16] . The calomel electrode is unnecessary when the reference is a hydrogen electrode in a standard buffer solution. Therefore, the calome electrode was omitted in the construction of one of the two cells used in this study. It was found useful in the first cell, however, to determine the time required for the hydrogen electrodes to reach equilibrium and to observe the stability of the reference buffer. The 0.025-M phosphate "solution with pH near neutrality was used as the standard in all measurements of cell II.
The saturated solution of potassium chloride was formed by dissolving the bromide-free fused salt [18] in water at 60° to 70° C and cooling to room temperature. A few drops of a solution of the sodium salt of methyl red were added to aid in making the junctions visible. The calomel electrodes were prepared by grinding calomel, pure mercury, and crystals of pure potassium chloride with a small amount of the saturated solution of potassium chloride and transferring the thick paste to compartment I), each leg of which contained a little mercury.
Fresh hydrogen electrodes were 1 prepared daily by electrolysis of the platinum foils lor about 2 min at 300 ma in a, 3-percent solution of chloroplatinic acid containing NO nig of lead acetate trihydrate in each 100 nil. The foils were coated with palladium for use in the phthalate solutions [19] . The purified hydrogen was not usually saturated with water vapor before entering the cell. However, t he gas that was led into (.he carbonate solutions had been passed through a presa.tura.for containing some of the same solution. Hydrogen escaped from the cell through d and d'. To equalize the pressure in the two electrode compartments, these led to a T-tube and a common exit.
The cell was rinsed twice with each solution and drained through the three-way stopcocks f and f before it was filled and the solutions adjusted to approximately the same level in each arm. The cell was then placed in the constant-temperature bath and the flow of hydrogen started. After % to 1 hr it was removed in order that the liquid junctions could be formed. The following procedure was adopted to avoid disturbance of the junctions resulting from slight differences of solution level. The stopcock at a was opened and potassium chloride solution brought about halfway up the capillary tubes above f and f. With both f and f open, the junctions were brought simultaneously to the center of the bulbs e and e' by admitting potassium chloride solution through a. Stopcocks f and f were closed while the cell was being returned to the bath but were opened immediately thereafter and measurements begun. The hydrogen electrodes usually reached equilibrium in 10 to 20 min thereafter. The emf, E-E s , which represents the difference of potential between the hydrogen electrodes, was often constant as soon as the junctions were made and remained so within ±0.1 to 0.2 mv for 30 to 90 min.
The cells without liquid junction (type III) have been described previously [20] . For the measurements of carbonate solutions, the hydrogen was passed, before entering the cell, through a presaturator of three chambers each containing cell solution [8] . The electrode supports and the interior of the cells and solution flasks were coated with paraffin for most of the measurements of solutions of sodium hydroxide and trisodium phosphate, with some improvement in the constancy of the emf. The silver-silver-chloride electrodes were prepared by forming approximately 150 mg of silver on platinum helices by thermal decomposition of a paste of wellwashed silver oxide at 550°. These silver electrodes were then chloridized by electrolysis for 45 min at a current of 7 ma in a \-M solution of distilled hydrochloric acid. Each cell contained two hydrogen electrodes and two silver silver-chloride electrodes. The recorded emf is thus the mean of two observed values.
In order to obtain data which would furnish an accurate value of p\vll°, the limit of pwll (eq 2) as the chloride concentration approaches zero, emf measurements were made' on three portions of each buffer solution, to which different amounts of potassium chloride had been added. The mobilities of chloride selected for this purpose were 0.015, 0.01, and 0.005. The temperature measurements were made with a platinum resistance thermometer and bridge or with a calibrated mercury thermometer.
III. Material
The 41 solutions chosen for a study of the practical pH scale and for examination as to their suitability for use as standards are listed approximately in order of increasing pH in the tables of the following sections. The same order will be observed here.
The hydrochloric acid solution was prepared from a distilled sample and was analyzed gravimetric ally. The emf found with a 0.0993-M solution was corrected by 0.18 mv to obtain the emf of the 0.1-M solution. The mixture of hydrochloric acid and potassium chloride was prepared by dilution of the 0.0993-M solution of acid and addition of bromidefree potassium chloride.
A commercial sample of anhydrous sulfamic acid, NH2-SO3H was used without further purification. The composition was unchanged by drying at 105°, as shown by titration with standard alkali.
Some difficulty was experienced in obtaining potassium tetroxalate dihydrate of the theoretical composition by recrystallization from water and drying in air. However, a procedure was ultimately found that yielded a pure product. Reagent-grade salt was crystallized twice from water, the two components being taken in such amounts that no crystals separated above 50°. The mixture was cooled to 10°, and the crystals were collected on a sinteredglass funnel. The product was finely ground and dried overnight at 58°.
The anhydrous citric acid was furnished by Chas. Pfizer & Co., Inc.
Two samples of potassium hydrogen tartrate were employed. The first was reagent-grade material. The second was obtained by recrystallization of the first and appeared to be of identical composition.
Potassium dihydrogen citrate was prepared as described elsewhere [21] . The total acidity of the product was found to be somewhat too low. The necessary amount of citric acid was therefore added, and the salt precipitated from aqueous solution by the addition of ethanol and by cooling. The salt was dried below 80° and its titration value determined.
The potassium acid phthalate was NBS Standard Sample 185.
The acetic acid was purified by three fractional freezings. The acetic acid-sodium acetate buffer solutions were prepared by adding the required amount of a standardized solution of carbonate-free sodium hydroxide to a solution of the acid.
Preparation of the sodium hydrogen suceinatc and sodium succinafe has been described [22] .
NBS Standard Sample 1<S7 of borax was used. Lithium carbonate, which has a negative temperature coefficient of solubility, was prepared by adding a hot solution of lithium chloride, to a vigorously stiricd hot solution of potassium carbonate. It. was washed by decantat ion with hot water until the washings gave no further test for chloride. The salt was heated to 450° before use. Potassium and sodium bicarbonate of reageni grade were found sufficiently pure without further treatment, as was sodium carbonate after heating at 270° to 300°.
Preliminary studies of calcium and barium hydroxides indicated that the saturated solutions of these substances would not be suitable as alkaline standards of readily reproducible pH. Hence, the composition of the reagent-grade materials was not determined.
Attempts to prepare a pure carbonate-free sample of trisodium phosphate were unsuccessful. The commercial material contained about 2.5 mole percent of free alkali and about 8 moles of water per mole of salt. Although precipitation with ethanol removed the excess alkali with partial success, it appeared that a stable product with a definite water content between 0 and 12 moles per mole of salt would be difficult or impossible to obtain. The attempts were therefore abandoned in favor of forming the substance in solution from disodium hydrogen phosphate, NBS Standard Sample 186 II b, and a carbonate-free solution of sodium hydroxide.
The sodium hydroxide solution was made by dilution of a 50-percent solution from which the precipitated carbonate had been removed by centrifuging. Its concentration was determined by titration of samples of potassium acid phthalate, NBS Standard Sample 84c. The diluted solution gave a negative test for carbonate by the method suggested by Kolthoff and Sandell [23] .
The reference 0.025-M phosphate buffer solution was prepared by dissolving 3.401 g (air weight) of potassium dihydrogon phosphate, Standard Sample 186 I b, and 3.548 g (air weight) of disodium hydrogen phosphate, Standard Sample 186 II b, in sufficient water to make a liter of solution.
Freshly boiled water, protected from atmospheric carbon dioxide while cooling, was used for all the solutions. The pH of the water was 6.8 to 7.2.
The results of the analyses of materials are summarized in table 1. The titrations with acid and alkali were performed by weight methods. Endpoints were determined with suitable indicators. Phenol red was used in the titration of sulfamic acid to pH 7.5. Citric acid and potassium dihydrogen citrate were titrated to pH 9.0 with the aid of thymol blue. The endpoint in the titration of tetroxalate and tartrate was taken to be pll 8. 
Do.

used to titrate the acid succinate salt to pH 8.7. Bromcresol green was used in determining the purity of the bicarbonates and carbonates [23] .
IV. Results Table 2 is a summary of E-E s at 25° and the pH values computed therefrom by eq 1. Each entry is the mean of the measurements of at least two cells. The pH given by Hitchcock and Taylor (H) [16] and Maclnnes, Belcher, and Shedlovsky (M) [17] is noted in the last column. Kiehl and Loucks [24] have determined the pH of four of the alkaline solutions at 30° by measurement of the emf of a hydrogen-calomel cell. Their values have been corrected to 25° with the aid of temperature coefficients of pH derived from measurements of cell III. The results, given in the last column of table 2, are identified by K. The pH of the reference 0.025-Af phosphate buffer (pll. s .) was taken to be (>. <X(>0 at 25°, the value derived from emf measurements of cells without liquid junction |2r>|. This agrees closely with 6.857 obtained from the emf of the hydrogen-calomel cell [16] .
Cells with liquid junction, type II
Six different, phosphate solutions, designated by the letters A to F, were prepared during the course of the study, and each was used for a period of 2 to 5 weeks. The reference solution was kept, in a glassstoppered Pyrex bottle. Hitchcock arid Taylor found I lie emf of phosphate and borax solutions reproducible to 0.1 mv only when the solutions were freshly prepared [16] . Although the variation of E s , the emf of the hydrogen-calomel cell containing phosphate solution, was slightly greater than 0.1 mv in this investigation, no trend in one or the other direction with age of the solution was observed. The values of E-E s appeared more reproducible than E s alone. This observation suggests that the variations were caused, in part at least, by hysteresis of the calomel electrode, which was not kept at constant temperature between measurements. The potential of the calomel electrode is of no concern in discussions of cell II. As a matter of interest, however, the average E s for each buffer solution and the corresponding potentials, E°'-\-E j [6] , of the calomel electrode are listed in table 3. The liquidjunction potential between phosphate and saturated potassium chloride is included in E 0/ -{-'E j . These data are in absolute volts and are to be compared with 0.2442 from the study of Hitchcock and Taylor [16] and 0.2447 found by Maclnnes, Belcher, and Shedlovsky [17] . 2. Cells Without Liquid Junction, Type III The emf at 0°, 10°, 25°, and 38° of cells of type III is given in tables 4 and 5. Each figure is the mean potential between two separate pairs of electrodes in the same cell, corrected to a partial pressure of 1 atm of hydrogen. The pwH value calculated by eq 2 from each value of A 7 at 0°, 25°, and 38° is plotted in figures 2 to 5 as a function of the molality of potassium chloride. The data for the acid solutions are shown in figure 2, for the carbonate buffers in figure 3 , for the solutions of sodium carbonate in figure 4 , and for sodium hydroxide and trisodium phosphate in figure 5 . The solutions are identified by number and by circles and dots, the significance of which is noted in the accompanying legends. The intercepts at zero chloride, pwll°, were read from large-scale plots similar to figures 2, 3, 4, and 5. Tables (> and 7 summarize pwll° and include similar data, from (he literature, where available, for solutions included in this study. The source of pwH 0 or the emf data, from which it was computed is indicated in the last column of table (>. The pwll of 0.05 M sodium hydroxide solution was obtained by adding 0.017, the value of log (0.05/ 0.04809), to pwll for the 0.04809 M solution actually studied. This correction is based on the assumption that the ratio of the activity coefficients of chloride and hydroxide ions is substantially (he same at these two concentrations. 
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V. Calculations and Discussion
The Br0nsted theory of specific ionic interaction [30] is founded upon the hypothesis that the activity coefficients of ions are influenced differently by the specific characteristics of the ions of opposite sign composing the medium and in a like manner by other ions of like charge which, through repulsion, are presumed beyond the reach of short range forces. Although the studies of Guntelberg [31] , Scatchard and Prentiss [32] , Harned [27] , and others indicate that Br0nsted's treatment is somewhat oversimplified, they serve to confirm this primary postulate. Hence, the activity coefficient of chloride ion needed to compute a pH value from pwH is probably influenced not only by the ionic strength but to some extent by the kinds of cations present.
When hydrochloric acid is replaced either partially or completely by alkali chloride at constant ionic strength, the activity coefficient of the acid decreases [27] . This means that the ion-size parameter of eq 4 also decreases. Inasmuch as no change has taken place in the anionic composition of the medium, it is not unreasonable to assume that the replacement of hydrogen ion by alkali metal ion results in a decrease of a { for the acid. The activity coefficient of chloride ion in a pure dilute solution of hydrochloric acid is believed to approximate the mean activity coefficient of the acid. Furthermore, the ion-size parameter for the latter ranges from 6, for pure hydrochloric acid, to 5.0 to 5.4, for hydrochloric acid in pure sodium chloride and pure potassium chloride. Hence, if a t for chloride ion in mixtures containing sodium and potassium ions is assumed to be approximately the same as the ion-size parameter for hydrochloric acid in the mixtures, a choice of 4 to 6 can be justified. The uncertainty in /ci and in the pH s computed by eq 3a must be at least as great as the difference between the results furnished by these two reasonable values of a t .
The ])H, values given in tables 8 and 9 were computed Iroin pwH 0 by eq 3a. At each of the four temperatures, /ci was estimated by eq 4 with a* equal to 5. The approximate ionic strengths, /j., were obtained with the aid of (he concentrations of hydrogen and hvd roxvl ions derived from the pH given in table 2. For the acid salts, the ratio of constants for the overlapping equilibria was used, together with tn u .
The formula for the calculation appears in an earlier contribution [34], In order to indicate (he uncertainty of the values given in the tables, the difference, 5pH, between the pH, furnished by ai 4 and a t (i at 25° is listed in the last column of each (able. . no:
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1. Nature of the practical pH scale
The practical pll scale is defined in terms of the emf of cells of type II. In the pH meter, the emf of cell II is obtained as (he difference between two measurements, one of which is the standardization with a solution of known pi I. Saturated potassium chloride is interposed between (he unknown and the standard buffer solution in an attempt to lower the liquid-junction potentials to a small constant value. the saturated solution of potassium chloride and the unknown and standard solutions cannot be eliminated, it is hopefully assumed that their difference is small or zero, and no correction for residual liquidjunction potentials is made. Hydrogen and hydroxyl have the highest mobilities of any of the ions. Hence, one would expect, from simple qualitative considerations, to find thai pi I (1. j.) -pll,, is positive for Strongly acid solutions and negative for strongly alkaline ones. However, as figure () shows, negative values were found lor some acid solutions as well as for those of high pi I. Such a result might be attributed lo a transfer of anions, present in concentrations greatly exceeding thai <>l the hydrogen ion, across the boundary.
The potential differences al the boundary between solutions such as those studied here cannot be measured or calculated with accuracy. Even when ideal behavior for each ionic species is assumed and activity set equal to molality, a particular distribution of the ions through the boundary must be assumed, and the transference number of each must be known in all of the transition layers formed by diffusion or mixing of the two end solutions. Nevertheless, a further examination of the liquid-junction errors apparent in figure 6 seemed worth while.
There are two liquid junctions in a cell of type II. Each can be represented by Solution | satd. KC1; E h where Ej is the potential difference boundary represented by the vertical resulting error in pH, ApH, at 25° is across line.
the The (5) where E j{s) indicates the potential at the boundary between the standard phosphate solution and saturated potassium chloride.
If the boundary is of the "continuous mixture" type, the equation developed by Henderson [35] applies. These junctions actually correspond more closely to the "free diffusion" type. Although the diffusion junction is easily set up and reproducible, it is difficult to treat theoretically. The Henderson equation can be written The error, ApH, computed from eq ' r > and 6 is compared in table 10 with the corresponding "observed" difference, pll (1. j.) pll,. The ion-size parameter, a t , was taken to be 4 for the calculation of pll,. from p\vll°. The limiting equivalent conductances of the ions were taken from the literature and from the list given in llarned and Owen's monograph I'.Y.i}. The conductances of carbonate ion, secondary and tertiary phosphate ions, primary eit-rate ion, and secondary phthalate ion were estimated from those of other ions of like charge and similar structure. Hydrolysis and dissociation were considered in computing the required ionic concentrations. Nevertheless, the approximations made in the calculation, together with the assumptions involved in the use of the Henderson equation, are probably chiefly responsible. It is perhaps significant that the difference 1 is large for solutions of potassium tetroxalate and solutions of citric acid, both of which contain appreciable amounts of molecular acid. The agreement is good for the most dilute (0.01 -214) solution of potassium tetroxalate and for potassium dihydrogen citrate, potassium acid phthalate, the acetate Buffers, and the 1:1 carbonate buffer. All of these are Well-buffered solutions, and none has a pll value below 2 or above 10.1. The calculation appears to confirm the belief (hat the potential at the liquid junction between 0.01-214 hydrochloric acid, 0.09-M potassium chloride and the saturated potassium chloride solution matches the corresponding potential for common buffer solutions much more closely than does that for 0.1-214 hydrochloric acid. The observed pll difference, however, does not agree as well as might be desired. 
pH standards of high acidity and high alkalinity
There are two reasons why standards of low and high pH are needed. First, if pH at the ends of the practical scale is to be interpreted in terms of the activity of hydrogen ion, a means of rectifying the aberration apparent in figure 6 should be sought. Standards of which the assigned pH has significance in terms of hydrogen ion and whose liquid-junction errors match those of the majority of unknowns of comparable pH would provide a partial solution to the problem. It appears, for example, that measurements on the practical scale are approximately correct at pH 10, about 0.02 unit low at pH 11 to 12, and about 0.04 unit low at pH 13. Thus a standard of pH 11 to 12 might reduce the error of measurements in the range pH 10 to 13 to ±0.02 unit. However, this procedure offers little help at pH values below 2.5, where the errors may be either positive or negative. Present standards are adequate between pH 2.5 and 10.5.
In the second place, new pH standards of high acidity and alkalinity would improve the accuracy of measurement in these regions by reducing the pH span between unknown and standard. In this way the errors caused by differences in temperature between the two solutions or failure to adjust the instrument to the proper emf/pH slope would be minimized. Glass-electrode errors would also be compensated to some extent.
A choice of suitable standards entails consideration of the purity and stability of the materials from which the standard solution is prepared, the stability of the solution itself, and the magnitude of the residual liquid-junction potential compared, as in figure 6 , with other typical solutions in the same pH range. In general, buffer solutions form the sharpest, most reproducible junctions. The following paragraphs summarize the properties, desirable and undesirable, of the materials included in the present study.
Sulfamic acid did not appear to be appreciably hygroscopic, but its solution displayed an abnormal liquid-junction potential. Potassium tetroxalate dihydrate can be obtained as a pure solid, stable in air at ordinary temperatures and humidities. The pH of the 0.05-214 solution increased only 0.01 unit in 90 days. The liquid-junction error of the 0.01 -M solution is negligible.
Citric acid, potassium dihydrogen citrate, and potassium hydrogen tart rate can be obtained in pure form, but their solutions support mold growth. The saturated solution of potassium hydrogen tart rate (about 0.034 M) is a, useful standard that is easily prepared [36]. However, it must be renewed every few days, for mold appears in from 1 to 1 weeks and is accompanied by an increase in pll of 0.02 to 0.1 unit [37]. The standard 0.05-,\l phthalate buffer solution was found to be mold-free after 130 days. The pll had increased only o.oor> unit.
Acetate buffer solutions are good standards but are difficult to prepare. The suecinate salts have little tendency to absorb moisture [22] , and their solutions are satisfactorily stable, as are those of sodium and potassium bicarbonates. Suecinate solutions may mold several weeks after preparation. Lithium and sodium carbonates have the distinct disadvantage of requiring ignition before use. Pure solid trisodium phosphate could not be prepared, but its solution was formed from equal molal amounts of solid disodium hydrogen phosphate and of sodium hydroxide (in aqueous solution). As a result of extensive hydrolysis, the buffer capacity of such solutions is high. The pH of a 0.025-M solution of trisodium phosphate was found to be altered less than 0.02 unit by addition of 4 mole percent of sodium hydroxide or an equal amount of disodium hydrogen phosphate. The pH of the 0.05-M solution, preserved in a paraffin-lined bottle which was occasionally opened, decreased only 0.004 unit in 90 days and 0.008 unit in 140 days. The solution of trisodium phosphate can be used for the calibration of high-alkalinity glass electrodes. When an uncertainty of ±0.05 unit is permissible, solutions of sodium hydroxide will also be found useful for this purpose. The pH at 25° computed from the ionization constant of water and the activity coefficient of hydroxide ion, assuming the latter to be the same as the mean activity coefficient of the solute, is 12.61 for the 0.05-M solution and 12.88 for the 0.1-M solution. This value for 0.05-M sodium hydroxide is in close agreement with 12.616 computed from the emf of cell III. However, the two calculations are not completely independent, inasmuch as the value for the ionization constant of water rests in part on measurements of cells of type III. Between 25° and 30°, the pH of these solutions of sodium hydroxide decreases about 0.(W unit for each degree increase in temperature. VI. References
